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There have been several studies 1 -4 of the reaction of nitric oxide with dissolved sulfur dioxide, but there is disagreement about the kinetics of the system. An early study was done by Terres and Lichti 1, who observed the decrease in pressure of nitric oxide in the presence of K 2 S0 3 , KHS0 3 , and S02 H 2 0. They were unable to obtain rate constants, but decided that a (ONS0 3 )2-intermediate was involved, and that the reaction between nitric oxide and, bisulfite ion was first order in both species. Nunes and PoweU 2 investigated the reaction of NO with S03 2 -at pH 13-14 by observing the decrease in pressure of NO over the sulfite solution in a well-stirred reactor. The rate expression they obtained consisted of a sulfite dependent term and a sulfite independent term . Takeuchi et al. 3 observed the loss of nitric oxide diluted with nitrogen after it either fiowed over a sulfite solution surface or was bubbled through a sulfite solution.
They found the reaction had second order dependence on nitric oxide and zero order dependence on sulfite concentration. Their results indicated the reaction was very fast.
Martin et al 4 used a stopped-fiow system to observe the reaction between dissolved nitric oxide and iissolved sulfur dioxide at pH ~ 3 by monitoring S02 H 2 0 at 280 mm.
They found that the reaction was very slow and could only obtain an upper limit for the rate. In view of the disagreement of these studies. we decided to investigate the reaction system in an attempt to remove the ambiguity associated with it.
Experimental
To avoid difficulties with the diffusion rate of nitric oxide infiuencing the observed rate or reaction, we decided to monitor the reaction of sulfite and bisulfite ions with dissolved nitric oxide rather than nitric oxide gas. A continuous-fiow rapid-mixing system which could also be used in the stopped-fiow mode was used for the experiments. Both tanks for the reactant solutions were filled with water and degassed by passing argon through them. I\itric oxide for the experiments was purified by passing it through a concentraled sodi urn hydroxide solution and then through a cold trap al dry ice tern-• peralure. The treated nitric oxide was then passed through one of the tanks until the solulion was saturated. A lower flow of nitric oxide was passed through lhe solution during the experiments. The sulfite and/or bisulfite solution was prepared by weighing out analyzed to obtain a rate constant for NO + S03 2 -. This rate constant was then used to correct low and intermediate pH experiments to obtain the rate constant for NO + HS0 3 -. The hydrolysis rate for NHAS was obtained from the stopped-flow experiments at low pH and this was used to correct the low pH experiments for loss of the reaction producl.
Results and Discussion
From the experiments in which the nitric oxide concentration was varied at constant sulfite concentration. it was found that the rate for NHAS production had first order dependence on nitric oxide concentration. Similarly. in experiments where S03 2 -and HS0 3 -were varied with constant NO concentration. it was found that .the rate for NHAS productio~-had first order dependence on both S03 2 -and HS0 3 -.
The pH of the mixed solution was varied from 4 to 10.5 to observe what influence the pH haa. on the rate. A plot of log k vs pH is shown in Fig. 2 . where k is defined as
Also plotted as dashed lines are log percent of the total S(JV) oxide as HS0 3 -and S03 2 -.
The experiment~l curves indicate that both sulfite and bisulfite ions react with NO. If the reaction occurred only between S03 2 -and NO. the experimentally obtained curve would be expected to follow the dashed line for S03 2 -, rather than leveling out at lower pEs. Runs were not done below pH 4 because the NHAS hydrolysis became quite rapid, and also be there was the possibility of interference from S02 H 2 0. which has an absorption maximum near 280 nm.
We also studied the temperature dependence of the reaction by putting the reac- The values for ka and kb are listed in Table 1 . Table 1 kCl It was necessary to correct runs done at low pH for the hydrolysis of the NHAS product. Fig. 4 shows the curve of absorption versus time for a typical stopped-flow experiment at pH 4.6. The flow was stopped at 4 seconds on the scale shown in the figure. The absorbance initially rises due to the continued reaction of NO with HS0 3 -and S03 2 -As the reactants are depleted, the hydrolysis of NHAS causes the absorbance to decrease.
The decaying absorbance curves obtained from these experiments were used to determine the hydr'olysis rate constant for ~r:AS as a function of pr:. 
The reaction scheme also applies to HS0 3 -. Nunes and Powell's work with the reaction of ~O with S03 2 -and SnCl 2 in the presence of Cu(I) led them to believe that NO exists in two forms in aqueous solution. which they refer to as dissolved NO and hydrolyzed ~O. They indicate that lhe dissolved form reacts more slowly than lhe hydrolyzed form.
They propose the following reaction scheme for NO + S03 2 -: NO (gas) ;: NO (dissolved)
,' , Since the NO is dissolved l.n solution well in advance of our experiments, there would be little evidence for two forms of NO in our experiments if the equilibrium constant is large. In an attempt to independently confirm the presence of two forms of NO in solution, Raman spectra were recorded of solutions of NO under approximately 34 bar pressure. The only NO peak observed was at. 1873 cm-1 . This is slightly shifted from t.he gas phase peak of 1876 cm -1, but the shift is similar to that. observed for O 2 , It is less t.han the shift. due to the formation of (NO)2 in the liquid (tlNO = 1862 cm-1 )10 and much less lhan lhe shift.s due lo format.ion of ferrous chelale nitrosyls (tlNO = 1750-1800 cm -1, observed in this laboralory). It. does not seem likely that. lhe hydrolyzed \0 compound that \unes and Powell refer lo would shift the Raman peak such a small amount. It appears that the mixing system they used was not diffusion-limited, since the reaction rates were reported to be independent of stirrer amplitude and the rate they obtained for dissolution of CO 2 in a pH 9 buffer was in good agreement with literature values.
They also obtained the same value for kS(forward) in both the NO + S03 2 -system and the NO + Sn{II) system.
The only way we can reconcile their results with ours is to propose that the dissolution process for NO involves an intermediate which is formed directly from the gas phase and has a rate constant on the order of 0.1 sec-1 to form dissolved NO in aqueous solution. Without more information on the dissolution process, it is difficult to speculate about the chemistry associated with it.
It is uncertain whether NO reacts with dissolved sulfur dioxide The pH dependence of the observed rate constant. 
